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 10 
Abstract– The incorporation of cobalt in mixed metal carbonates is a possible route to the immobilization 11 
of this toxic element in the environment. However, the thermodynamics of (Ca,Co)CO3 solid solutions are 12 
still unclear due to conflicting data from experiment and from the observation of natural ocurrences. We 13 
report here the results of a computer simulation study of the mixing of calcite (CaCO3) and spherocobaltite 14 
(CoCO3), using density functional theory calculations. Our simulations suggest that previously proposed 15 
thermodynamic models, based only on observed compositions, significantly overestimate the solubility 16 
between the two solids and therefore underestimate the extension of the miscibility gap under ambient 17 
conditions. The enthalpy of mixing of the disordered solid solution is strongly positive and moderately 18 
asymmetric: calcium incorporation in spherocobaltite is more endothermic than cobalt incorporation in 19 
calcite. Ordering of the impurities in (0001) layers is energetically favourable with respect to the disordered 20 
solid solution at low temperatures and intermediate compositions, but the ordered phase is still unstable to 21 
demixing. We calculate the solvus and spinodal lines in the phase diagram using a sub-regular solution 22 
model, and conclude that many Ca1-xCoxCO3 mineral solid solutions (with observed compositions of up to 23 
x=0.027, and above x=0.93) are metastable with respect to phase separation. We also calculate solid/aqueous 24 
distribution coefficients to evaluate the effect of the strong non-ideality of mixing on the equilibrium with 25 
aqueous solution, showing that the thermodynamically-driven incorporation of cobalt in calcite (and of 26 
calcium in spherocobaltite) is always very low, regardless of the Co/Ca ratio of the aqueous environment.  27 
 
 
2 
 
1. INTRODUCTION 1 
 Cobalt is a trace element in the Earth’s crust, accounting for only 0.0025% of its total weight (Smith and Carson, 1981). As 2 
the main constituent of vitamine B12, it is an essential element in animal and human diets. However, cobalt is also a toxic metal 3 
and has been considered as a possible carcinogen by the International Agency for Research on Cancer (IARC, 1991). Despite the 4 
low amounts of cobalt in the Earth’s crust, some areas are enriched in this metal due to both natural and anthropogenic factors 5 
(Barceloux, 1999). Cobalt is often brought to the surface of the Earth as a product of mining, and it can accumulate in soils or 6 
groundwater. Furthermore, cobalt enters the environment from waste waters and solids as a result of other human activities, 7 
including the use and/or waste of Co-alloyed steels, Co-containing fertilizers, pigments and Co-Li batteries. In addition to the 8 
natural isotope (59Co), cobalt can also exist as radioactive isotopes, which are important in medicine, nuclear energy and quality 9 
control of materials, but when released into the environment they can be dangerous to human health (the half-lives for radioactive 10 
decay of 58Co and 60Co  are 71 days and 5.27 years, respectively) (ATSDR, 2004). The ions typically forming minerals are Co2+ 11 
and Co3+, where Co2+ is the more soluble (Kim et al., 2006) and therefore its mobility in natural water is higher.  12 
 In the presence of CO32- ions in solution,  Co2+ cations can in principle be immobilized in the form of carbonate precipitates. 13 
The pure cobalt carbonate, the rare mineral spherocobaltite (CoCO3) is known to exist, but it only forms under extreme hydrothermal 14 
conditions (Anthony et al., 2003).  Alternatively, cobalt could be incorporated in mixed carbonates, for example, substituting 15 
calcium in calcite (CaCO3). The substitution of calcium by other metals in the calcite structure is a well-known and ubiquitous 16 
phenomenon (Davis et al., 2000; Lorens, 1981; Meyer, 1984). The impurity composition of calcite crystals often follows closely 17 
the composition of the solution from wich the material precipitates (Veizer, 1983). There is therefore considerable interest in using 18 
naturally-abundant calcite to confine enviromental pollutants such as manganese, barium, cadmium, and chromium (Katsikopoulos 19 
et al., 2008b, 2009; Prieto et al., 1997; Sánchez-Pastor et al., 2011; Wang et al., 2011), and, in principle, the same mechanism could 20 
be useful for cobalt immobilization.   21 
  Unfortunately, the thermodynamics of cobalt incorporation in calcium carbonate polymorphs are not well understood, and 22 
only a handful of studies have dealt with the topic. Glynn (2000) has collected data on natural abundances of CoxCa1-xCO3 (as well 23 
as of many other mixed carbonate minerals), observing that up to 2.7 mol% of Co is incorporated in the calcite mineral, while up 24 
to 7 mol% of Ca is incorporated in spherocobaltite. From these data, Glynn proposed parametrizations for the excess free energies 25 
of mixing between the two carbonates, using the regular solution model (Hildebrand, 1936; Prieto, 2009) for each end of the solution, 26 
and assuming that the maximum amount of impurity in natural samples corresponds to the thermodynamic limit of miscibility (at 27 
T=323 K). While still useful as an initial approximation to compare the mixing thermodynamics within a large family of minerals, 28 
this approach for the derivation of thermodynamic parameters has some severe limitations. First, equilibrium mixing can occur at 29 
any composition outside the miscibility gap, and therefore observed impurity levels can be well below the miscibility limit. For 30 
example,  the composition of the solid solution can be determined by aqueous-solid equilibrium during precipitation, and therefore 31 
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by the composition of the aqueous solution. Second, mineral solid solutions often form out of equilibrium, in a range of compositions 1 
that is metastable with respect to phase separation into the end members. Glynn’s approach would overestimate the excess free 2 
energies in the former case, while it would understimate them in the latter, and the discrepancies can be considerable, as we will 3 
discuss here. One obvious problem of that approach in the case of the CoxCa1-xCO3 solid solution, is that it predicts that Co 4 
substitution in CaCO3 is more endothermic than Ca substitution in CoCO3. Instead, it is generally observed that entering a large 5 
cation in a small cation site (r[Ca2+]=1.00 Ǻ; r[Co2+]=0.74 Ǻ in 6-fold coordination (Shannon, 1976)) is energetically more 6 
expensive than the reverse (De Leeuw and Parker, 2000; McLean, 1957).   7 
 Katsikopoulos et al. (2008a) experimentally studied the co-crystallization of Co(II) with calcite under conditions similar to 8 
those at the Earth’s surface. They confirmed that the Co end-member, spherocobaltite, does not precipitate directly from aqueous 9 
solution under these conditions. At high concentrations of Co(II) in solution, the precipitate always contains a Co-rich low-10 
crystallinity phase, which could not be identified unambiguously. In the direct precipitation experiments, from highly supersaturated 11 
solutions, the maximum amount of Co in the precipitated calcite-structured phase was 33 mol%.  In the case of crystals grown in 12 
gel at a lower supersaturation, the maximum Co content was 16 mol%. Although no calorimetric data could be obtained in this 13 
work, due to presence of multiple phases in precipitation, a new thermodynamic mixing model was proposed based on an assumed 14 
miscibility gap at T=298 K for compositions 0.16<x<0.95 (where the lower limit was taken from the gel experiment and the higher 15 
limit from the thermodynamic model by Glynn (2000)). The resulting sub-regular model has the correct assymmetry (more Co in 16 
calcite than Ca in spherocobaltite), but still has the problem that the thermodynamic parameters are derived from the observed 17 
compositional limits, which are not necessarily related to thermodynamic miscibility, as discussed above.  18 
 In this work, in order to overcome the difficulties in obtaining reliable thermodynamic parameters for this system, we have 19 
employed sophisticated ab initio simulation techniques, based on the density functional theory (DFT) and statistical mechanics, to 20 
calculate the mixing enthalpies in the (Ca,Co)CO3 binary system. Atomistic computer simulations, which allow the evaluation of 21 
thermodynamic properties without the interference of unknown kinetic factors, have been increasingly used in recent years for the 22 
investigation of the thermodynamics of mixing and impurity incorporation in carbonates (Fisler et al., 2000; Noguera et al., 2010; 23 
Ruiz-Hernandez et al., 2010; Vinograd et al., 2007). While the thermodynamics of the bulk CaCO3-CoCO3 phase have not been 24 
simulated so far, a previous study (Braybrook et al., 2002), using classical interatomic potentials, has examined the incorporation 25 
of cobalt in calcite surfaces and the subsequent modification of the calcite crystal morphology. Investigating surface impurities is 26 
important for the understanding of carbonate growth and nucleation, because the presence in the reaction medium of some divalent 27 
cations, including Co2+ but also Fe2+, Mg2+, Ni2+, Zn2+ and Cu2+, seem to favour the formation of aragonite over calcite (Wada et 28 
al., 1995). In the present work we are more interested in bulk incorporation, which, if achieved, would maximise cobalt 29 
immobilization. Therefore we will focus on the thermodynamics of bulk mixed phases.  30 
2. METHODOLOGY 31 
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2.1 Representation of the disordered solid solution 1 
 The disordered Ca1-xCoxCO3 solid solutions were represented by a symmetry-adapted ensemble of configurations in a 2 
supercell, using the methodology implemented in the SOD (Site Occupancy Disorder) program (Grau-Crespo et al., 2007), which 3 
has been employed previously in the simulation of a range of mineral solid solutions, including carbonates (Ruiz-Hernandez et al., 4 
2010; Wang et al., 2011), oxides (Benny et al., 2009; Grau-Crespo et al., 2010) and sulfides (Haider et al., 2012; Seminovski et al., 5 
2012). This program generates the complete configurational space for each composition in a supercell of the structure, before 6 
extracting the subspace of symmetrically inequivalent configurations, for which energies and other properties are evaluated. In our 7 
case, the simulation cell is a 2×2×1 supercell of the calcite hexagonal unit cell (Fig. 1), and the numbers of inequivalent 8 
configurations for each composition are listed in Table 1. The criterion for the equivalence of two configurations is the existence 9 
of an isometric transformation that converts one configuration into the other, where the transformations considered are simply the 10 
symmetry operators of the parent structure (in this case those in the 3R c  space group of calcite, combined with the internal 11 
translations in the supercell). Once the configurational spectrum is obtained, it is possible to derive thermodynamical properties 12 
using statistical mechanics. In the simplest formulation, the extent of occurrence of one particular configuration in the disordered 13 
solid in configurational equilibrium can be described by a Boltzmann-like probability which can be calculated from the energy Em 14 
of the configuration, and its degeneracy Ωm (the number of times that the configuration is repeated in the complete configurational 15 
space): 16 
exp( / )mm mP E RT
Z
      (1) 17 
where m=1,…, M (M is the number of inequivalent configurations), R is the gas constant, and Z is the partition function, that 18 
guarantees that the sum of all the probabilities equals 1 and also gives access to the calculation of configurational free energies and 19 
entropies. It is possible in this way to obtain T-dependent configurational thermodynamic functions and equilibrium degrees of 20 
disorder (Grau-Crespo et al., 2009; Ruiz-Salvador et al., 2013; Smith et al., 2010). However, in this work we have focused on only 21 
two extreme situations: a) the complete order limit, formally T→0, where only the most stable arrangement of the ions is considered 22 
for each composition; and b) the full disorder limit, formally T→∞, where the probability in equation (1) reduces to: 23 
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 The reason we have ignored the intermediate cases of finite-temperature equilibrium is that, as we will show below, the mixing 25 
process in this solid solution is very endothermic. The cation distribution in the solid solution, if this is formed at all, is likely to be 26 
determined by kinetic factors and be nearly random. The enthalpy in the full-disorder approximation is then: 27 
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 4 
while the entropy at concentration x is given by the 5 temperature-independent “ideal”expression: 
ideal ( )  [ ln (1 ) ln(1 )]S x R x x x x     .     (4) 6 
While the real configurational entropy can be expected to depart significantly from the ideal expression when the composition is 7 
not close to that of the endmembers, the fact that the mixing is very endothermic implies that the thermodynamic analysis of the 8 
solid solution is only meaningful for x near 0 or 1. Our analysis will focus on these compositions, where the ideal expression for 9 
the configurational entropy is sensible. A similar approach has been followed before in the description of other metastable solid 10 
solutions, e.g. Ce1-xZrxO2 (Grau-Crespo et al., 2011) and  Ca1-xMgx(PO4)6(OH)2 (Almora-Barrios et al., 2013). Having obtained the 11 
enthalpy and free energy of the solid solution, it is possible to evaluate the enthalpy of mixing: 12 
               mix 1- 3 3 3[Co Ca CO ] (1 ) [CaCO ] [CoCO ]x xH H x H xH            (5) 13 
which in principle can be compared with experimental calorimetric determinations, and the free energy of mixing: 14 
mix mix idealG H TS       (6) 15 
which can be used to determine the stability limits of the solid solution with respect to phase separation. Within this model, the 16 
enthalpy of mixing is the only contribution to the excess free energy (difference between the free energy of mixing and the ideal 17 
term –TSideal). Vibrational contributions to the mixing thermodynamics are not considered here, because they are typically small 18 
and, in comparison with the large mixing enthalpies in this system, their relative contributions will be minor. Also the pressure-19 
volume contribution to the enthalpies are very small and can be ignored, so in the previous equations we use the DFT energies in 20 
place of the enthalpies. The other possible contributions to the errors in our model is the accuracy of these DFT energies, but these 21 
are obtained using standard and well-studied approximations, as discussed in detail below. We therefore think that our model gives 22 
a much better account of the thermodynamics of mixing in this solid solution than any model extracted from the observation of the 23 
compositions of either natural or synthetic samples.  24 
 25 
2.2 Calculation of energies and geometries  26 
 The energies of different configurations of the mixed solid were evaluated by solving the periodic Schrödinger equation, 27 
using the density functional theory (DFT). All calculations were performed with the VASP code (Kresse and Furthmüller, 1996a, 28 
b), using the generalized gradient approximation (GGA) with the PBE exchange correlation functional (Perdew et al., 1996). In 29 
order to improve the DFT description of the highly localised d orbitals, we have employed the so-called GGA+U correction scheme, 30 
where we have used a Hubbard parameter Ueff = 6.1 eV, which is the value found for Co 3d by Wdowik and Parlinski (2007) to 31 
reproduce the experimental band gap of cobalt (II) oxide (CoO). All calculations involving Co(II) cations were performed allowing 32 
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spin polarization, as these cations formally have the electronic configuration 3d7 and therefore 3 unpaired electrons (S=3/2 in high-1 
spin configurations). According to experiment, the magnetic moments in CoCO3 are ordered antiferromagnetically at very low 2 
temperatures, but the low value of the Néel temperature (TN=18.1 K) indicates that the coupling is very weak (Meshcheryakov, 3 
2006). Therefore, the relative orientation of the Co(II) spin moments is not expected to have any significant effect on the calculated 4 
energies, and in this work we always use ferromagnetic orientations for computational convenience. A test calculation in pure 5 
CoCO3 confirms that the energy difference between ferromagnetic and antiferromagnetic configurations is very small (less than 5 6 
meV per formula unit). The interaction between the valence electrons and the core was described with the projected augmented 7 
wave (PAW) method (Blöchl, 1994) in the implementation of Kresse and Joubert (1999). The core levels up to 3s in Ca, 3p in Co, 8 
and 1s in C and in O were kept frozen in their atomic reference states. Due to the large size of the supercell, only the Γ point was 9 
used to sample the reciprocal space for the Brillouin zone integrations. The number of plane waves in VASP is controlled by a 10 
cutoff energy, in our case 520 eV, which is 30% higher than the standard value for the PAW potentials employed, in order to 11 
minimise the Pulay stress error and obtain accurate cell parameters. Each structure was fully relaxed to the equilibrium geometry 12 
using a conjugate gradients algorithm, which stops when the forces on the atoms are all less than 0.01 eV/Å. All the precision 13 
parameters in the calculations were tested to provide a level of convergence of the energies to within 5 meV per metal carbonate 14 
formula unit (1 meV per atom).  15 
3. RESULTS AND DISCUSSION 16 
3.1 Description of the end members 17 
 We first describe the results of our DFT calculations for the pure carbonates (Table 2). Both calcite (CaCO3) and 18 
spherocobaltite (CoCO3) have rhombohedral symmetry ( cR

3  space group). We compare our cell parameters and coordinates with 19 
those obtained by Graf (1961) for both minerals using X-ray diffraction. The agreement is very good; the calculations slightly 20 
overestimate the cell parameters, but the deviations are small and similar for both minerals (~1.1% for a, and ~0.8% for c). Due to 21 
the smaller ionic radius of Co2+ compared to Ca2+, the experimental unit cell volume of spherocobaltite is 76.4% of that of calcite. 22 
This volume ratio is accurately reproduced by the calculations, which gives 76.5%. In the pure hexagonal carbonates, the ionic 23 
coordinates of the carbon and metal (M=Ca or Co) ions are fixed by the crystal symmetry to Wyckoff positions 6a and 6b, 24 
respectively, while the oxygen ions are in the 18e positions, which are completely determined by a single parameter xO. This 25 
parameter, together with the cell parameters, determines the C-O and M-O distances, which again are only slightly and 26 
systematically overestimated by the calculations in comparison with experiment, as shown in Table 2.  27 
 Apart from the differences in cell parameters and ionic distances, the simulations should also be able to reproduce the 28 
compressibilities of the two end-members of the solid solution. Compressibility can be expected to play an important role in the 29 
energetics of site substitutions, especially when the distributed ions have significantly different radii, as is the case for Ca2+ and 30 
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Co2+.  Therefore, we have also compared the calculated variation of the cell volumes under pressure with experimental results 1 
(Zhang and Reeder, 1999), for both calcite and spherocobaltite (Fig. 2a).  Our calculations show that spherocobaltite is less 2 
compressible than calcite, in agreement with experiment. This result is consistent with the general trend within metal carbonates, 3 
where the bulk modulus decreases with the ambient cell volume (Zhang and Reeder, 1999). The bulk moduli for both structures 4 
were obtained  by fitting the calculated energy vs volume data using the equation (Murnaghan, 1944):  5 
0
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' ' ' '
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B B B B
  
       
.    (7) 6 
The results are B=70 GPa for calcite and B=107 GPa for spherocobalite, and the fitted curves can be seen in Fig. 2b. The bulk 7 
modulus of spherocobaltite is ~14% below the experimental result (125 GPa), but still significantly higher than the bulk modulus 8 
of calcite, as expected. The calculated bulk modulus of calcite is very close to the experimental value (67 GPa).  9 
 10 
3.2 Substitutions at low concentrations: solution energies 11 
 We now examine the energetic cost of substituting one Co for Ca in calcite, or one Ca for Co in spherocobaltite, at the most 12 
dilute concentration (molar fraction x=1/24=0.042) allowed by our supercell size. At this concentration, the interactions between 13 
impurities are very small, as they are ~10 Å apart in the ab plane, and even farther apart in the c direction.  We define the solution 14 
energy of Co in calcite as: 15 
2+
23 3 24 24 3 24 24 3 24cal
23 1
Co [Ca (CO ) ]- [Ca (CO ) ]- [Co (CO ) ]
24 24
Co[ ]W E E E ,      (8) 16 
i.e., the energy required to substitute one Co ion (taken from spherocobaltite) into calcite. The calculated value is Wcal[Co2+]=24.1 17 
kJ/mol, which is almost ten times larger than the thermal energy RT at room temperature (2.5 kJ/mol), thus indicating very low 18 
solubility.  19 
 We also calculate a solution energy of Ca2+ in spherocobaltite, using an equation analogous to (8), and we obtain 20 
Wsph[Ca2+]=42.9 kJ/mol, indicating even lower solubility at this end of the solid solution. The energetic cost of substituting Ca2+ in 21 
Co2+ sites is much higher than that of the inverse substitution, as expected based on the ionic radii of the two cations. This result 22 
confirms that the assymetry of the thermodynamic miscibility gap assumed by Glynn (2000) is in the wrong direction, and that 23 
natural abundances give a very poor indication of solubility limits in this system.  24 
 The very high solution energies are not surprising considering that the ionic radius of Co2+ is 26% smaller than the radius 25 
of Ca2+. This difference in ionic radius is much larger than the value of 15% that is typically regarded as the maximum ion size 26 
difference for the occurrence of extensive substitutions of one ion type by another in a solid (Goldschmidt, 1937; Ringwood, 1955a, 27 
b).  28 
 For comparison, we have also calculated the solution energy of Co2+ in aragonite, the second most common polymorph of CaCO3, 29 
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which has an orthorhombic structure.  We obtained Wara[Co2+]=103 kJ mol-1, which is nearly three times larger than the solution energy of 1 
Co2+ in calcite. This very high solution energy, which suggests that no cobalt will be incorporated in the aragonite bulk, is due to the 2 
difficulty for a small cation like Co2+ to fulfil the nine-fold coordination of the cation sites in the aragonite structure. In fact, pure cobalt 3 
carbonate with the aragonite structure does not occur and any Co/Ca substitution in aragonite will be limited to the surface.  4 
   5 
3.3 Disordered solid solution 6 
 We now consider more extensive substitutions of cobalt for calcium in calcite. Although, according to the results presented 7 
above, the thermodynamic solubilities are very small, there is experimental evidence of the formation of Ca1-xCoxCO3 solid 8 
solutions, both in nature (Glynn, 2000) and in precipitation experiments (Katsikopoulos et al., 2008a). The substitution of Co in Ca 9 
sites, up to x=0.33, was supported by X-ray diffraction measurements in the latter study. These solid solutions are clearly metastable 10 
with respect to phase separation. Therefore, we will not attempt to establish the equilibrium degree of ordering of the cations in the 11 
solid solution, and will instead consider the limits of full disorder (in this section) and complete order (in the following section).  12 
 Fig. 3 shows the enthalpies of mixing as a function of Co molar fraction x, as calculated using Eq. (5). In principle, enthalpies 13 
of mixing can be obtained experimentally using calorimetric methods, but data are not available for this system, due to the difficulty 14 
in obtaining single-phase Ca1-xCoxCO3 solid solution samples. Our calculations show that the formation of the disordered solid 15 
solution from pure calcite and spherocobaltite is endothermic for all the compositions investigated. Although intermediate 16 
compositions were not considered due to the higher computational cost of evaluating the corresponding ensembles (and their 17 
unlikely occurrence due to the highly endothermic mixing), it is possible to fit the calculated data to  an assymmetric curve in the 18 
form of a two-parameter Guggenheim polynomial: 19 
0 1mix (1- )[ (2 -1)]H x x W W x    ,           (9) 20 
 for which we obtain W0=34.0 kJ/mol and W1=7.7 kJ/mol. The assymetric character of our Hmix(x) is given by the positive value 21 
of the parameter W1. The energetic cost of doping calcite with Co2+ from spherocobaltite in the dilute limit is W0-W1=26.3 kJ/mol, 22 
which is very close to the solution energy calculated in the previous section using only one substitution at x=1/24 (Wcal[Co2+]=24.1 23 
kJ/mol). The cost of doping spherocobaltite with Ca2+ from calcite in the dilute limit is W0+W1=41.7 kJ/mol (similar to 24 
Wsph[Ca2+]=42.9 kJ/mol).  25 
 We can use the calculated enthalpy of mixing to estimate the thermodynamic miscibility between the two carbonates. If we 26 
assume a sub-regular solution model as previously done by Katsikopoulos et al. (2008a), but using our thermodynamic parameters, 27 
we can write the excess free energy as equal to the mixing enthalpy: 28 
 E 0 1mix( ) ( ) (1- ) [ (2 -1)]G x H x x x RT a a x     ,          (10) 29 
where a0=W0/RT and a1=W1/RT are the dimensionless Guggenheim parameters, which are inversely proportional to temperature in 30 
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the sub-regular model (a0=13.73 and a1=3.11 at 298.15 K). The thermodynamic miscibility gap at any temperature is fully 1 
determined by the values of a0 and a1: the limits of the gap are the two points of common tangent of the free energy of mixing 2 
(Prieto, 2009): 3 
E
mix ideal( ) ( )G x G x TS   .           (11) 4 
In the special case of the regular solid solution (a0>0, a1=0), the two points of common tangent are simply the minima of  mixG x  5 
(assuming that a0>2, otherwise there are no minima). We have numerically determined the points of common tangent for different 6 
temperatures, which defines the solvus of the solid solution (Fig. 4). From these calculations, we can see that the thermodynamic 7 
limits for both Co incorporation in calcite and Ca incorporation in spherocobaltite are very small at ambient temperature. Even at 8 
600 K, the maximum amount of Co in calcite is 0.52 mol%, while the maximum amount of Ca in spherocobaltite is ~0.02 mol%. 9 
At higher temperatures the miscibility gaps becomes narrower, but the analysis at very high temperatures becomes meaningless 10 
because calcite typically decomposes at ~1000 K, while spherocobaltite decomposes at even lower temperatures (the precise 11 
decomposition temperatures and rates depends on CO2 partial pressures, particle size and other factors (Beruto et al., 2004; 12 
Rodriguez-Navarro et al., 2009)). For comparison, we have also plotted the low-temperature solvus obtained from the 13 
thermodynamic parameters of Glynn (2000) (regular model at each end of the solid solution, with a0=4.12 for Co in calcite and 14 
a0=3.26 for Ca in spherocobaltite at T=298.15 K), which yields a much higher miscibility between the two carbonates, thus placing 15 
observed mineral compositions within the region of miscibility. Our results suggest that the mineral compositions quoted in that 16 
study correspond to solid solutions that are metastable with respect to phase separation.  17 
 Another mathematical construction of interest based on our free energy model is the spinodal (dashed line in Fig. 4), which 18 
is given by the inflection points of the mixing free energy (points where 
mix ( ) 0G x  ). In the region inside the spinodal, 19 
mix ( ) 0G x  , which means that the solid solution is unstable with respect to small composition fluctuations. Therefore demixing 20 
from these compositions can occur via a continuous process involving compositional modulations within the crystal, a process that 21 
is only limited by the diffusivity of the ions in the lattice. In contrast, compositions in the region between the spinodal and the 22 
solvus (where 
mix ( ) 0G x  ) can only demix via the nucleation of a separate phase with a composition on the opposite side of the 23 
solvus line. This discontinuous process involves an activation barrier and is likely to be much slower than the spinodal 24 
decomposition (Putnis, 1992). Therefore, both from thermodynamic and kinetic points of view, solid solutions in the region within 25 
the spinodal are much more susceptible to demixing than those in the region between the spinodal and the solvus, and therefore they 26 
are also less likely to form in nature and in experiment (although not impossible: for example, such compositions can be achieved 27 
via super-fast cooling from high temperatures, and the decomposition process at low temperature could be almost permanently 28 
inhibited by large ion diffusion barriers (Putnis, 1992)). Based on our calculations, natural calcite minerals with high Co 29 
concentrations of up to 2.7 mol% are unstable to demixing, but are still outside the spinodal. However, the Co concentrations of up 30 
 
 
10 
 
to 33% reported in the ambient-temperature precipitation experiments by Katsikopoulos et al. (2008a) fall well within the spinodal 1 
region, while their X-Ray Diffraction measurements of the crystalline phase showed no evidence of composition modulation or any 2 
strong heterogeneity. We will argue below (in Section 3.5), based on the comparison of observed and expected variations of cell 3 
parameters with composition, that the high Co contents reported in that study might not be incorporated into the bulk solid solutions.   4 
On the other end of the solid solution, the maximum observed Ca content in mineral spherocobaltite (~7 mol%) is also within the 5 
spinodal at near ambient temperature, but in this case it is reasonable to assume that these minerals are formed at much higher 6 
temperatures, which can exist under hydrothermal conditions.  7 
 8 
3.4 Ordering of cobalt impurities in (0001) layers  9 
 The occurrence of ordered structures in mixed calcite-structured carbonates is a common phenomenon. A well-known  10 
example is the dolomite structure (Ca0.5Mg0.5CO3) where Ca and Mg order in alternate layers with (0001) orientation, i.e., 11 
perpendicular to the c axis. This trend is also reported for other rhombohedral carbonate solid solutions in which the substituting 12 
cation is smaller than Ca2+ (Capobianco et al., 1987). The mixed carbonate Ca0.5Mn0.5CO3 also exists with a dolomite-type structure, 13 
as the mineral kutnahorite (Frondel and Bauer, 1955). Katsikopoulos et al. (2009) suggested that in Ca1-xMnxCO3 the interactions 14 
between the Mn impurities are attractive within the (0001) layers, but repulsive between layers. Atomistic simulations of the (Ca, 15 
Mn)CO3 system have confirmed the energetic preference for Mn2+ ions to aggregate in (0001) layers (Vinograd et al., 2010; Wang 16 
et al., 2011).  17 
 We therefore now examine the energetics of Co ordering in calcite. A simple inspection of our results confirms that, for all 18 
compositions, the lowest-energy configuration in the ensemble is the one with the maximum level of aggregation of Co ions within 19 
(0001) layers, and the maximum distance between Co layers. For compositions x=1/6, 1/3, 1/2, 2/3 and 5/6, there are ideally ordered 20 
configurations that satisfy exactly these requirements (Fig. 5). In principle it is possible to have these ideally ordered configurations 21 
for any composition, using larger supercells. For example, we have created a perfectly ordered configuration with x=1/12 by using 22 
a 1x1x2 supercell of the hexagonal unit cell of calcite.   23 
 The enthalpy of mixing for the ordered solid solution can then be obtained by interpolating the results from these special 24 
configurations, including the x=1/12 point. The result is shown in Fig. 3, together with the curve for the disordered solution. As 25 
expected, the enthalpy of mixing is considerably lower for the ordered configurations than for the disordered solution (which is an 26 
average over all the configurations). The enthalpy of mixing with Co layering is fitted to a higher-order (n=4) Guggenheim 27 
polynomial to account for the complex variation with composition: 28 
4
mix
0
(1- ) (2 -1)nn
n
H x x W x

            (12) 29 
and we obtained:  W0=1.66 kJ/mol, W1=0 (fixed to force the minimum at x=1/2), W2=33.41 kJ/mol, W3=5.15 kJ/mol and W4=-23.63 30 
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kJ/mol.  1 
 The lower enthalpy of mixing does not imply that CoxCa1-xCO3 solid solutions will be preferentially ordered. The relative 2 
stabilities of ordered vs disordered solid solutions can only be elucidated by comparing their free energies. The configurational 3 
entropy of the ordered phases is zero, while the configurational entropy of the fully disordered solution is a function of x (equation 4 
4). Therefore the region of stability of the ordered phase with respect to the disordered phase is determined by both composition 5 
and temperature. The condition G(order) < G(disorder) is only satisfied for temperatures below the “layering temperature”: 6 
mix mix
layering
ideal
(disorder)- (order)
( )
( )
H H
T x
S x
       (13) 7 
which are plotted in the phase diagram of Fig. 4, together with the solvus and spinodal. At temperatures T<Tlayering, the stabilization 8 
of the disordered solid solution due to the configurational entropy is not enough to overcome its less favourable enthalpy of mixing, 9 
and then cation ordering becomes more favourable than disorder.  10 
 However, it is important to note that ordered phases are always unstable with respect to demixing. This is the case because 11 
for the ordered phase the enthalpy of mixing is always positive, while there are no configurational entropy stabilization effects. 12 
Therefore, the conclusion here is that while the ordered phase is never stable thermodynamically, metastable solid solutions (inside 13 
the solvus) might occur with some partial ordering of Co and Ca, as there is a clear energetic driving force towards layering.     14 
 15 
 16 
3.5 Variation of cell parameters with composition 17 
 18 
 Fig. 6a shows the calculated cell parameters as a function of composition, for both the ordered and the disordered solid 19 
solution, in comparison with the values obtained by X-ray diffraction (XRD) of the samples of Katsikopoulos et al. (2008a). The 20 
experimental values for the end-member CoCO3 were taken from Pertlik (1986) because Katsikopoulos et al. could not obtain pure 21 
CoCO3 via precipitation from aqueous solution. The calculated cell parameters are very similar for the ordered and the disordered 22 
solids, indicating that the cation distribution has very little effect on the cell geometry. However, there is a marked difference 23 
between the calculated and the experimental values, in particular for the c parameter, which is expected to be more sensitive to 24 
composition based on the difference between its values for calcite and spherocobaltite. The experimental measurements lead to a 25 
large positive excess volume: 26 
E
ss mmV V V            (14) 27 
i.e., a larger solid solution volume (Vss) compared to the volume of the mechanical mixture of the two end-members: 28 
mm cal sph = (1- )  + V x V xV ,      (15) 29 
while the calculated volumes vary almost linearly with composition, with only a very small negative excess volume (Fig. 6b).  30 
 The discrepancy between our calculations and the experimental report should not be attributed necessarily to inaccuracies 31 
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in the simulation model. Obviously, XRD measurements of the cell parameters are reliable. However, due to the limitations of the 1 
energy dispersive spectrometry (EDS) technique, the composition assumed in the experiments by Katsikopoulos et al. might not 2 
correspond to the actual composition of the formed Ca1-xCoxCO3 solid solutions. The total precipitates in these experiments consisted 3 
of a mixture of phases, so the EDS composition analysis could have measured an attached Co-rich phase at the same time as the 4 
calcite-structured solid solution. Another possibility is that the surface of the solid, which is measured by the EDS, is enriched in 5 
Co with respect to the bulk solid solution. In either case, the lower Co content in the solid solution with respect to the measured 6 
sample would explain the slow variation of the measured solid solution cell volume with the sample composition.  This explanation 7 
is also consistent with our previous thermodynamic analysis, showing that concentrations up to 33% are too high, falling within the 8 
spinodal decomposition region of the phase diagram.  9 
 10 
3.6 Equilibrium of the solid solution-aqueous solution 11 
 We now discuss the effect of the strong non-ideality of the solid solution on the equilibrium with an aqueous solution of the same 12 
ions. We have calculated the equilibrium values of the distribution coefficient: 13 
2 2
ss
aq aq aq[Co ] [Ca ]
(Co/Ca) (1- )
(Co/Ca)
x x
D          (16) 14 
i.e. the ratio between the Co/Ca ratios in the solid and in the aqueous solution. The equilibrium value:  15 
cal cal
eq
sph sph
( )
( )
( )
K
D
K
x
x
x

        (17) 16 
is determined by the solubilities (Kcal and Ksph) of the end-members in aqueous solution, and by the activity coefficients (γcal and 17 
γsph in the solid solution, which are functions of the solid composition x (Prieto, 2009). In a sub-regular solid solution with 18 
Guggenheim dimensionless parameters a0 and a1, the activity coefficients can be obtained from the equations (Redlich and Kister, 19 
1948): 20 
 2 0 1sphln (1- ) (4 -1)x a a x   ,       (18) 21 
     12 0calln (4 -3)x a a x   .       (19) 22 
For the numerical evaluations presented in this work, the solubility product constants of calcite and spherocobaltite at room 23 
temperature in aqueous solution are taken from the MINTEQ.V4.DAT database (Allison et al., 1991): 10-8.48 for calcite and 10−9.98 for 24 
spherocobaltite. However, it should be noted here that there are significant disparities in the literature about the solubility constant 25 
of spherocobaltite. For example, the CHEAQS database (Verweij, 2005) compiles a solubility product of 10−11.2 for this carbonate. 26 
This value would lead to different quantitative predictions in the portioning model, but the same qualitative behaviour, as discussed 27 
below.   28 
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 The results are plotted in Fig. 7. In order to illustrate the effects of non-ideality and of the assymmetry in the mixing free 1 
energy, we have also plotted the equilibrium distribution coefficients for the ideal solution (a0=a1=0) and for the regular solution 2 
(a0 as in the sub-regular solution, but a1=0). In an ideal solid solution, the activity coefficients both equal 1, and the equilibrium 3 
distribution coefficient is simply equal to the ratio between the solubilities of the end members. The result is a constant value, 4 
Deq(ideal)=32, for all compositions. This value would be ~16 times higher if the solubility of spherocobaltite was taken from the 5 
CHEAQS database, which would shift up the horizontal line describing the ideal behaviour. But in either case the qualitative picture 6 
is the same: since spherocobaltite is less soluble in water than calcite, in an ideal solid solution there would be a preferential 7 
partitioning of the Co atoms towards the solid phase (Deq>1). 8 
 In the highly non-ideal but symmetric solid solution (regular model, with a0=13.73 and a1=0) the deviation from the ideal 9 
partitioning behaviour is considerable: the partitioning will now occur preferentially towards the aqueous phase at low Co contents 10 
in the solid, but towards the solid phase in Co-rich solid solutions. The corresponding curve vs x is a straight line in the logarithmic 11 
plot, although due to the very wide miscibility gap at ambient temperature, it is only meaningful to examine the equilibrium 12 
distribution coefficients near the endmembers. The strong non-ideality has the general effect of making the concentration of 13 
impurities in each endmember solid very small, regardless of the aqueous solution composition. Even in equilibrium with a very 14 
Co-rich aqueous solution, calcite will have a very low level of substitutional cobalt impurities. On the other end, even in equilibrium 15 
with very low Co/Ca ratios, spherocobaltite will incorporate very small amounts of Ca as substitutional impurities in the bulk.  16 
 Finally, the effect of the asymmetry in the mixing free energy (sub-regular model with a0=13.73 and a1=3.11)  leads to some 17 
convexity in the logarithmic plot of Deq, in such a way that the partitioning of Co ions between calcite and an aqueous solution 18 
occurs less preferentially towards  the aqueous phase (more Co is incorporated in the solid phase for a given composition of the 19 
aqueous phase). On the other compositional end, less Ca is incorporated in spherocobaltite in equilibrium, in comparison with the 20 
behaviour of the regular solid solution. This is the expected result considering that Ca incorporation in spherocobaltite is more 21 
endothermic than Co incorporation in calcite. We can illustrate these effects with some numbers: in equilibrium with an aqueous 22 
solution with a Co/Ca ratio of 1, calcite would take up ~0.1% (1000 ppm) Co2+ ions in substitutional positions, while spherocobaltite 23 
would take up less than 0.01 ppm of Ca2+ ions. The asymmetry between the behaviour of the endmembers of the solid solution in 24 
terms of equilibrium ion exchange with the aqueous solution arises not only from the asymmetry in the mixing enthalpy, but also 25 
from the difference in solubility between spherocobaltite and calcite (an effect that can be described even when the regular solution 26 
model is employed, as seen above). Both effects contribute to make substitutional mixing even more difficult in the pure Co limit 27 
than in the pure Ca limit. 28 
 It is important to emphasize that, due to the uncertainties in the solubility data, our theoretical predictions should only be 29 
taken as qualitative: numerical discrepancies of one order of magnitude or more can be expected for the calculated equilibrium 30 
distribution coefficients if different databases are used to extract the values of the solubility product of spherocobaltite. 31 
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Unfortunately, experimental information cannot be used here for benchmarking, because measurements of the distribution 1 
coefficient of Co in calcite have only been carried out under non-equilibrium conditions.  Lorens (1981) reported values between 2 2 
and 8, which are much higher than those obtained from our calculations (regardless of the database used for the solubilities), but 3 
these measured values were found to vary significantly with the precipitation rate of calcite, confirming the presence of strong non-4 
equilibrium effects.   5 
4. Conclusions 6 
 We have conducted a computer simulation study of the thermodynamics of mixing between calcite (CaCO3) and 7 
spherocobaltite (CoCO3). Our main conclusions are summarized below: 8 
i)  The mixing of calcite and spherocobaltite is a highly endothermic process, as expected from the relatively large difference 9 
in the ionic radii of Co2+ and Ca2+, but in contrast with previous estimations based on the natural abundance of Ca1-xCoxCO3 minerals 10 
and on the measured composition of synthetic samples. 11 
ii)  The mixing enthalpy of the disordered solution can be described by a two-parameter Guggenheim polynomial with W0=34.0 12 
kJ/mol and W1=7.7 kJ/mol.  The positive value of W1 indicates that the incorporation of Ca from calcite into spherocobaltite takes 13 
more energy than the incorporation of Co from spherocobaltite in calcite. The consideration of a sub-regular solid solution model 14 
with these parameters leads to the conclusion that calcite and spherocobaltite are not thermodynamically miscible at any significant 15 
level at ambient temperature, which suggest that observed solid solutions in nature and experiment are metastable with respect to 16 
phase separation.   17 
iii) The lowest-energy configuration for each composition is the one with the maximum level of aggregation of Co ions within 18 
(0001) layers, and simultaneously the maximum distance between Co layers. This is consistent with a model of effective attractive 19 
interactions between equal ions within a layer, and effective repulsive interactions between layers of the same ion.   20 
iv) The enthalpy of mixing for the ordered phase is always lower than the enthalpy of mixing for the disordered phase. 21 
Therefore, at low temperatures ordering is thermodynamically favourable over disorder. However, the ordered phases are always 22 
unstable with respect to phase separation, regardless of composition. The metastable formation of fully ordered phases is unlikely; 23 
layering can only be expected to occur to a limited extent, accompanied by significant levels of partial disorder. 24 
v) The variation of cell parameters with composition is predicted to be linear in the disordered solid solution, with only a very 25 
small (and negative) excess volume. Cation ordering in (0001) layers would not alter this linearity to any significant extent. This 26 
result contrasts with a previous report of a very positive excess volume measured in synthetic samples with up to 33 mol% of Co 27 
(Katsikopoulos et al., 2008a). We have argued here that the Co content in the solid solution might have been overestimated in that 28 
study due to the limitations of the energy dispersive spectrometry (EDS) technique. This would be consistent with the very low 29 
miscibility predicted by our calculations, and would also explain the almost constant value of the c parameter with composition in 30 
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the experimental study. Further experimental research on these Co-bearing phases formed under conditions of high supersaturation 1 
would be welcomed to verify our conclusions.  2 
vi) The strong non-ideality of this solid solution has an important effect on the solid solution / aqueous solution 3 
thermodynamic partitioning: the equilibrium level of substitutional impurities in the endmember solids is always low, regardless of 4 
the composition of the aqueous solution. Thus, even in equilibrium with a very Co-rich aqueous solution, calcite is predicted to 5 
have a very low level of cobalt impurities, which is unfortunate as it means that Co/Ca substitution in calcite is not an effective way 6 
to immobilize Co(II) cations in solution. On the other hand, our results also mean that if spherocobaltite could be formed (which is 7 
admittedly difficult due to competition from other cobalt-bearing phases), almost perfect immobilization of the Co2+ ions would be 8 
achieved as there would be negligible Ca2+/Co2+ ion exchange with aqueous solutions.  9 
 10 
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Table 1. Total number of configurations (W) and number of symmetrically inequivalent configurations (M) for each 1 
composition CoxCa1-xCO3 in a 2×2×1 supercell (A and B stand for either Ca or Co). 2 
 3 
Cell composition x or 1-x W M 
A24(CO3)24 0 1 1 
A23B(CO3)24 0.042 24 1 
A22B2(CO3)24 0.083 276 7 
A21B3(CO3)24 0.125 2024 20 
A20B4(CO3)24 0.167 10626 102 
 4 
Table 2. Calculated crystal geometries and bulk moduli of calcite and spherocobaltite, in comparison with 5 
experiment. 6 
Property CaCO3 (calcite) CoCO3 (spherocobaltite) 
Calculated Experiment Calculated Experiment 
a (Å) 5.047 4.990a 4.712 4.658a  
c (Å) 17.193 17.062a 15.083 14.958a 
xO 0.2575 0.2578a 0.2755 0.276a 
d[C-O] (Å) 1.300 1.286a 1.298 1.286a 
d[M-O] (Å) 2.382 2.357a 2.133 2.109a 
B (GPa) 70 67b 107 125b 
a Graf, 1961; b Zhang and Reeder, 1999. 
 7 
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 1 
Fig. 1. The structure of calcite in a 2×2×1 supercell (Ca = green, C = grey, O = red). 2 
  3 
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 1 
 2 
Fig. 2. a) Calculated variation of the cell volumes with pressure for calcite and spherocobaltite, in comparison 3 
with experiment (Zhang and Reeder, 1999). b) Fitting of the calculated energy-volume points using a 4 
Murnaghan equation of state. 5 
  6 
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  1 
Fig. 3. Calculated mixing enthalpies for the CoxCa1-xCO3 solid solution in the full-order and full-disorder limits. 2 
  3 
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 1 
 2 
Fig. 4. Calculated solvus, spinodal and layering temperatures in the  CoxCa1-xCO3 solid solution. 3 
 4 
  5 
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 1 
Fig. 5. Lowest-energy configurations of Ca1-xCoxCO3 calculated for x=1/6, x=1/3 and x=1/2. The lowest-energy 2 
configurations for x>1/2 can be obtained from those with composition 1-x by swapping the Co and Ca positions 3 
(Ca = green, Co = blue, C = grey, O = red).  4 
 5 
 6 
 7 
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 1 
Fig. 6. a) Variation of the lattice parameters of CoxCa1-xCO3 as a function of composition, in comparison with 2 
experiment (Katsikopoulos et al. 2008a). b) Variation of the excess volume as a function of composition in the 3 
Ca-rich member, contrasted to experimental results.  4 
 5 
  6 
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 1 
 2 
Fig. 7. Equilibrium aqueous-solid distribution coefficient for the CoxCa1-xCO3 solid solution as a function of the 3 
solid composition. The sub-regular model parameters (a0=13.73, a1=3.11) are those obtained from DFT 4 
calculations; the regular (a0=13.73, a1=0) and ideal (a0=a1=0) lines are also plotted for comparison. 5 
 6 
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